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ACTIVITIES AND ACTIVITY COEFFICIENTS 
OF ORGANIC BINARY MIXTURES
CHAPTER I 
INTRODUCTION
Knowledge of the activities of components in volatile 
mixtures is of great importance for a number of reasons.
From the practical side, it is essential in the design and 
construction of distillation equipment for the separation 
of mixtures. In addition, the activity data are a valuable 
contribution to the thermodynamic data on solutions. In 
theoretical calculations, the activity data are a prime 
necessity in the formulation of a general solution theory 
capable of explaining the behavior of components when mixed 
together to form a solution.
The activity of a component in solution is defined 
as the ratio of the fugacity of the component in solution 
to the fugacity of the pure component at the same tempera­
ture. In many systems, the fugacities may be replaced by 
the partial pressures of the components without appreciable 
error in the subsequent calculations. Once the activities 
have been determined for a binary system, it is then possible
1
2to calculate other thermodynamic quantities of interest. 
These quantities include, for example, heats of mixing and 
free energies of mixing. The values of the quantities can 
be compared with those for the same system at different 
temperatures or analogous systems in an attempt to explain 
the magnitude of these quantities and their deviations from 
the expected values if the solutions behaved in an ideal 
manner. These deviations may be interpreted as due to molec­
ular interactions in the solution and preferred orientation 
of the species in solution. Ultimately, the activity data 
and the thermodynamic quantities calculated from them can be 
used as a basis for the presentation of a molecular picture 
of the liquid phase in terms of a statistical model. The 
model can finally be applied in a general manner in an 
attempt to include all liquids.
Most vapor pressure methods for determining activi­
ties and activity coefficients of components of volatile 
binary organic mixtures have made use of the following 
equations:
y^p = Pi ; (1 - yi)p = P2 (i )
and
Pj/CxjPp = Yj : Pg/fl ■ i^)P2 = V 2 (2)
where Xj and y  ^ are the mole fractions of component 1 in the
liquid and vapor phase, respectively; pj and pg are the par­
tial pressures of components 1 and 2 above the equilibrium 
mixture; p° and pg are the vapor pressures of pure 1 and
3pure 2 ; p is the total vapor pressure and and g s^ re 
the activity coefficients of component 1 and 2. Equations 
(1) and (2) assume ideality of the vapor phase. A common 
procedure is to determine p, and y^ experimentally and 
then calculate 2^2 and ^  2 from equations (l) and (2 ).
The determination of activities of volatile binary
mixtures has been the object of many investigators using a
variety of methods. An excellent summary of these methods
is given by Hala et al.^ One of the most accurate methods
in use has been the equilibrium still as developed by
2Scatchard and his associates. It is a still with the pro­
vision for the circulation of both liquid and vapor phases.
In the direct experimental determination of vapor-liquid 
equilibrium, the samples of liquid and vapor must be separ­
ated at true equilibrium and the concentration of both phases 
determined analytically. The method of Scatchard allows the 
precise determination of the boiling point of the solution.
It is applicable to low and medium pressures and only for 
homogeneous systems, but has the added advantage of using a 
small sample in the still.
Many more stills are available for the investigation 
of solutions, and these differ essentially in certain design 
features that were incorporated to eliminate drawbacks of 
previous stills or were necessitated by the peculiar proper­
ties of the system to be studied. The determination of the 
equilibrium curves can be carried out at constant temperature
4or constant pressure. The design and construction of the 
stills may be a source of error in some cases, while in 
others, the nature of the system will contribute to the 
error. In all the stills in use, the time-consuming factor 
is the establishing of true equilibrium before sampling can 
take place.
In addition to the dynamic method as in the equilib­
rium still, static methods are available. In these methods, 
the solution is put into a closed container which is immersed 
in a thermostated bath and agitated until equilibrium is 
established in the system. Samples are then removed from 
both phases for analysis. Although the method is extremely 
simple, at low pressures the amount of vapor necessary for 
sampling is almost the same as the total amount of vapor 
above the solution. The removal of this vapor may then 
greatly affect the equilibrium. Consequently, this method 
is not too widely used, especially at low or moderate pres­
sures. At higher pressures it does find more applications.
In the distillation method a small amount of liquid 
is distilled from a flask which contains a large charge.
The method is very simple, but it has the disadvantage that 
a large liquid charge is needed in the flask and it allows 
only a small amount of the distillate to be removed, since 
the composition of the liquid must essentially remain con­
stant. Furthermore, errors arise due to condensation on 
the walls of the vessel so that for practical purposes, the
3method is no longer in use for accurate determinations. 
Another method that has been used is the one developed by 
Hansen and Miller.3 This method allows the sampling of the 
vapor phase by condensing it out in small finger tubes cooled 
by a suitable freezing mixture. The amount of vapor that is 
condensed at one time is controlled by a magnetically oper­
ated ground glass valve so that the equilibrium is not dis­
turbed by the sampling.
Although the methods involving the equilibrium still 
are capable of extreme accuracy, they are time consuming in 
their operation. In some of the stills, equilibrium may be 
attained in about half an hour, but in others, it may take 
a whole day to obtain one concentration point for the system. 
It may be more profitable in some systems to sacrifice some 
of the accuracy in order to be able to make rapid determina­
tions. In this manner, many more systems may be investigated 
over shorter periods of time.
The equilibrium still must also provide for the ac­
curate measurement of the boiling point of the solution.
For true equilibrium, concentration gradients must not occur 
in the liquid phase and the equilibrium vapors must not par­
tially condense. Superheating must also be avoided. In 
addition, the cold condensate returned to the flask must be 
mixed perfectly with the liquid in order to prevent non­
equilibrium vaporization due to its lower boiling point.
The vapor which leaves the liquid should not entrain drops
6of liquid and carry them over into the condenser. The still 
should be simple to operate, and it should require only a 
small amount of solution. It should be applicable to a 
large number of systems without significant modification.
Despite the inherent drawbacks of the equilibrium 
still, many working models have been made which are capable 
of extreme precision, and for accurate work the. equilibrium 
still is one of the best methods available. But in many 
cases, it is evident that the accuracy of the instrument is 
made at a sacrifice to the time necessary for experimental 
determinations.
Along with the techniques already described for the 
determination of activities, total pressure methods are also 
finding wider application. The knowledge of the total pres­
sure of a binary mixture as a function of the liquid compo­
sition at constant temperature is sufficient for a complete 
description of the liquid-vapor equilibrium. In theory, the 
activity and activity coefficients can be derived from the 
total vapor pressure without the use of the vapor composi­
tion. The application to the total pressure data of an 
independent relation, the Gibbs-Duhem equation, permits the 
calculation of the partial pressures p^ and p£ and hence, 
the activity coefficients,  ^ and ^ 2 * Thus one may write: 
Pj + P 2 = P» X ^ d In pj + Xg d In P2 = 0 (3)
and these two equations involve only the two unknown pres­
sures pj and P2 . In these equations, wo a.ssnme ideality of
7the vapor phase and neglect the effect of the total pressure 
on the activities. Experimentally, only the total pressure 
and liquid composition need be determined.
Although the experimental method is very simple, it 
has not found widespread use due to the difficulty in the 
calculations and the fact that small errors in the vapor 
pressure measurement lead to larger ones in the calculated 
activity coefficients.
There have been several discussions of the total 
pressure method by various authors in the last ten years or 
so. Redlich and Kister^'3,6 have made a number of important 
contributions to this method in a series of articles in which 
they discuss the total pressure method and the methods used 
to calculate the activity coefficients from the total pres­
sure and composition data. They point out the applicability 
of this method to a number of systems and mention the errors 
involved in these determinations.
Levy7j in an excellent article, discusses a semi- 
empirical expression which closely approximates the experi­
mental results for a variety of mixtures. The calculation 
of liquid-vapor equilibria can be done by a number of equa­
tions, mostly empirical, from a relatively small amount of 
experimental data. These methods are limited in their use­
fulness, since cumbersome graphical or analytical computations 
are involved in most cases. The author gives two simplified 
methods of calculating the relation between partial vapor
8pressure and liquid composition of binary mixtures. Using 
the Gibbs-Duhem equation expressed in terms of the partial 
pressures and the total pressure as the sum of the partial 
pressures, the author solves for the partial pressures. He 
further expresses the activity coefficients as power series 
of the liquid mole fractions. For many systems, the devia­
tions from ideality are such that the coefficients beyond 
the first in the expansion can be neglected. Once the ac­
tivity coefficient expression is found for one of the com­
ponents, that for the other follows directly. For many 
other systems, such an approximation is invalid, and more 
coefficients must be used to give an adequate representation 
of the system. A more detailed description of the power 
series expansion of the activity coefficient is given by 
Hildebrand and Scott.®
In recent years, additional attention has been 
focused on the total pressure technique due to its simplicity 
experimentally. The main object of current research is the 
simplification of the mathematical^analysis. Scatchard^ 
gives a review of the methods now in use. Barker^® considers 
the problems involved in this method also. He considers in 
some detail the deviations of the vapors from ideality and 
uses the method of least squares to fit the data.
As mentioned by the previous authors, the mathemati­
cal analysis of the total pressure data is complicated in 
most cases. Recently, a number of important advances have
9been made in the mathematical analysis of total pressure 
data. Christian^^ has developed a method for curve fitting 
total pressure data using an IBM 6 5 O digital computer.
Myers and S c o t t , u s i n g  the faster IBM 709 digital com-, 
puter, have developed a program to yield parameters in an 
equation for the excess free energy from isothermal pressure- 
liquid composition data.
In the present research, it was decided to use the 
total pressure method because it presented a very simple and 
rapid experimental technique. It was proposed that a number 
of binary systems be investigated, fitting the data with the 
method of C h r i s t i a n . T h e  computer program makes use of 
only three experimentally determined pressures and concen­
trations as well as the pressures of the pure components.
For symmetric systems, the experimental points are usually 
chosen at equal mole fractions to secure a good fit of the 
data. Fo-r systems which show unsymmetric behavior, the 
points may have to be chosen at irregular concentration 
points to get a good fit over the whole concentration range. 
The symmetrical curves can usually be fitted in about five 
to ten minutes of operating time, but for the unsymmetrical 
cases, computing time may run as long as half an hour. Al­
though sampling and analysis of the liquid phase is needed, 
it is possible to investigate a binary system over the whole 
concentration range in about a day or less, and in addition, 
pressure values may be recorded at various temperatures for
10
a given concentration point. Equilibrium is established 
very rapidly and the fact that no vapor samples are neces­
sary allows the readings to be recorded almost as rapidly 
as the necessary manipulations can be performed.
The methods outlined up to the present have all 
been used successfully in many investigations. All these 
methods, however, require sampling of the liquid or vapor 
phases or both for the determination of the composition.
There is also the added disadvantage in the equilibrium 
stills of the time consumed in reaching true equilibrium.
It would be desirable to devise a new method for the deter­
mination of activities which would combine speed with accur­
acy. To achieve the goal of speed, compositions should be
evaluated in a manner other than by direct sampling and 
analysis. The buoyancy bulb has long been, used in the 
measurement of vapor densities for the calculation of associ­
ation contants in the vapor phase. It seemed logical that 
such a method could be extended to the determination of 
activities of binary mixtures. Thus, a sensitive silica 
vapor density balance could be used to find the composition 
of the vapor phase. This knowledge coupled with the total 
pressure of the system would be sufficient for the calcula­
tions of activities. The application of the Gibbs-Duhem 
equation to these data would allow the calculation of the
composition and the activity coefficients of the liquid
phase.
CHAPTER II
OBJECTIVES
The primary objectives of this research were:
1 . To refine the total pressure technique for the 
determination of activities and activity coefficients of 
binary mixtures and analyse the data so obtained by means
of a high speed digital computer. The simplicity and accur­
acy of the experimental method coupled with the speed of the 
data analysis should make this an attractive method for the 
study of binary systems.
2. To develop a new method for the measurement of 
activities of binary mixtures based on the vapor density 
balance. The application of the vapor density balance to 
the determination of activities appears quite feasible. The 
advantage of such a method" is that there would be no neces­
sity of sampling the liquid or vapor phases for concentration 
analysis. The composition of the vapor phase would be deter­
mined directly from the vapor density and total pressure 
values; and the activities, liquid phase composition and 
activity coefficients could be calculated by means of the 
Gibbs-Duhem equation. A number of binary systems, done
1 I
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previously by other authors, were to be investigated to 
allow comparison between the vapor density balance method 
and other methods for accuracy, speed and precision.
CHAPTER III
EXPERIMENTAL
A. ACTIVITY FROM TOTAL PRESSURE 
I. APPARATUS
The apparatus, shown in Figure 1, consists of a 
solution vessel (A) which may be opened to vacuum or atmos­
phere through the two way stopcock (C). The pressure of 
the system is read on the closed end manometer (G). The 
solution is stirred by the stirrer bar (D) which is con­
trolled by a magnetic stirrer (E) placed beneath both the 
solution vessel (A) and the thermostated bath (F). The 
solution may be sampled or increments of a component added 
at (B) which can be blown open or closed by heating with a 
torch.
II. PROCEDURE
The total pressure of a binary mixture is investi­
gated in the following manner. Component 1 is introduced 
into the solution vessel (A) through the opening made at 
(B) by heating with a torch. The opening is sealed, the 
system is thoroughly evacuated and the pressure is read for 
component 1. Dry nitrogen is then bled into the system and
13
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Fig, 1.— Total Pressure Apparatus
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a small amount of component 2 is added through the opening 
at (B). This is then closed with a torch, the system is 
evacuated and the pressure is recorded. Nitrogen is again 
bled into the system and the liquid phase is sampled through 
the opening at {B) with a long, fine pipette made from 8 mm. 
Pyrex tubing by heating and drawing to a suitable length and 
diameter. The liquid is sealed into a glass tube for later 
analysis. Another increment of component 2 is added, the 
opening at (B) is closed and the pressure determined as be­
fore. This is repeated until about half the concentration 
range is covered. The other half of the concentration is 
covered in an entirely analogous manner. No vapor samples 
were ever collected. Provision can be made to do so by a 
slight modification of the existing system.^ One of the 
important advantages of this method is that two or more 
temperatures can be covered at the same time simply by ad­
justing the thermoregulator and waiting for thermal equilib­
rium to be established in the system. With this technique, 
only one liquid sample is required for the series of tem­
peratures.
The samples obtained in the above manner were ana­
lysed wherever possible by comparing the refractive index 
of the sample with the values of a standard curve prepared 
for the particularly binary pair. In the case where re­
fractive index could not be used and one of the components 
was an acid, composition was determined by titration with a
16
standard base.
B. ACTIVITY FROM VAPOR DENSITY
I . APPARATUS
The apparatus, shown in Figure 2, consists of a gas 
density balance (A) supported on two fine horizontal silica 
fibers attached to a silica support (B). The entire balance 
is mounted on a Pyrex glass platform which may be easily re­
moved from the Pyrex glass balance case for adjustment and 
repair. A large bore glass tube (about 80 mm. in diameter) 
connects the balance case to the solution vessel (E). It is 
necessary to use a tube of this size to ensure rapid equi­
libration between the liquid and vapor phase. The height of 
the pointer (C) is observed through the window (D) with a 
precision cathetometer. The solution (E) is stirred by a 
stirrer bar (F), which is controlled by a magnetic stirrer 
placed below the thermostated bath (G) and the solution 
vessel. The pressure of the system is measured by means of 
a closed manometer. One of the pure components is added to 
the solution vessel (E) through one of the openings of a Y- 
tube connecting at (J). The other arm of the Y-tube connects 
to a sample tube containing a second component, which can be 
added in incremental amounts by means of a magnetically- 
operated ground glass valve. The water level in the thermo­
stated bath is kept above the solution vessel (E) but below 
the balance in order to prevent vapor condensation on the 
buoyancy bulb.
17
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Flg. 2.— Vapor Density Balance Apparatus
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II. PROCEDURE
The apparatus is calibrated in the following manner. 
The system is evacuated to its lowest pressure, and both the 
pressure and pointer position are recorded. A small amount 
of vapor of known molecular weight is bled into the system 
and the pressure, and pointer positions are recorded. This 
is repeated in intervals up to a total of about 100 mm. A 
plot of scale deflection vs. pressure yields a straight line 
passing through the origin and from the slope of this line, 
the force constant of the balance is calculated. Two
liquids, benzene and carbon tetrachloride, were used in the
»
calibration of tne balance. These were chosen because they 
are ideal in the vapor phase and because of the wide differ-, 
ence in molecular weights which allows a good check of the 
operating range of the balance.
A binary mixture is investigated by introducing 
component 1 into the sample tube and degassing by a number 
of freezing-thawing cycles. The ground glass valve is closed 
and component 1 is frozen with liquid air or a dry ice-acetone 
mixture. The system is swept out a number of times with dry 
air to eliminate vapors of component 1. To prevent the pos­
sibility of an explosion from residual vapors, dry nitrogen 
is bled into the system, component 2 is introduced into the 
vessel (E) through one arm of the Y-tube which can be blown 
open or closed by heating with a torch. The system is 
thoroughly degassed and the pressure and pointer deflection
19
for pure component 2 are recorded. The temperature of the 
vapor is recorded from a thermometer resting against the 
side of the balance case. An increment of component 1 is 
added by removing the freezing mixture and heating gently 
with a torch until the liquid boils vigorously; the magnetic 
valve being held open by a permanent magnet supported out­
side the tube. Component 1 is frozen again, the system is 
briefly evacuated and the pointer and pressure readings are 
recorded. Increments of component 1 are added in this manner 
until an entire run, covering half the concentration range, 
is covered. The other half, of the concentration range is 
covered in an analogous manner.
In early runs, it was found that in time the glass 
sample tube would crack due to the severe temperature range 
imposed on the cell. This was remedied by making the cell 
of Kovar metal. This method of addition was then satisfac­
tory for components of low boiling, but when components of 
higher boiling point were used, severe bumping would occur 
upon heating causing the balance to oscillate for a period 
of time before coming to its equilibrium position. In addi­
tion, the vapor would condense on the bulb and the balance 
case adding to the time necessary for the system to reach 
equilibrium.
These defects were eliminated by the use of the fol­
lowing addition system. A Pyrex glass cell having a mag­
netically operated ground glass valve is connected to one
20
arm of the Y-tube by means of small bore polyethylene tubing 
which allows almost unrestricted flexibility of the glass 
cell during the addition of a component. The tubing is 
sealed to the glass portion of the apparatus by heating the 
glass sections and then pressing the polyethylene tubing 
over it and holding until the polyethylene tubing is solidi­
fied. In addition, molten polyethylene is run over the 
joints and in each case, vacuum tight joints can be obtained. 
The component to be added is degassed by a number of freez­
ing-thawing cycles as before, but in adding it to the vessel, 
it is melted by immersing the cell in warm water and the 
liquid is run into the solution vessel with the magnetic 
valve being held open by a permanent magnet outside the cell. 
This method of addition proved to be quite reliable without 
the drawbacks of the first method.
It should be noted that once the pure components are 
degassed and the system is evacuated, no air is admitted 
during the rest of the run. Attainment of equilibrium is so 
rapid that the readings can be taken almost as quickly as 
the above manipulations can be performed. Furthermore, the 
only two places where the vapors of the system can come in 
contact with stopcock grease is the joint at the end of the 
barrel and the two way stopcock controlling the vacuum or 
admittance of air into the system. In no case does the 
liquid come in contact with stopcock grease in the system.
21
C. MATERIALS
The quartz rod used in the construction of the silica 
balance was supplied by The Willoughby Quartz Plant of Wil­
loughby, Ohio. All the reagents were either A. R. or C. P. 
grade and were further purified by distillation through a 
30-plate Oldershaw column at a minimum reflux ratio of 10-1. 
Only the middle fractions were used and boiling points cor­
rected to 760 mm. pressure were;
Boiling Range (°C)
Acetic Acid 1 1 7 . 6  - 1 1 7 . 8
Benzene ? 9 o  - 7 9 . 8
Carbon Tetrachloride 7 6 . 2  - 7 6 . 5
Ethyl Acetate 7 6 . 5  - 7 6 . 8
Ethyl Alcohol 7 8 . 3  - 7 8 . 4
Methyl Alcohol 6 ^ . 0  - 64.3
N-Hexane 68.6 - 68.8
Trifluoroacetic Acid 71.1 - 71.4
CHAPTER IV
METHODS OF CALCULATION
A. TOTAL PRESSURE DATA
The total pressure data were analysed using the 
method developed by C h r i s t i a n . A c c o r d i n g  to Hildebrand 
and Scott,8 the logarithm of the activity coefficients of 
components in binary mixtures are expressible in power 
series of the liquid mole fraction. In this work, the ex­
pansion was limited to three terms. The total pressure may 
be written as the sum of the partial pressures of the com­
ponents in the binary mixture. Furthermore, the partial 
pressure of each component may be expressed in terms of the 
vapor pressure of the pure component, its mole fraction in 
the liquid phase and its activity coefficient to yield: 
p = p° exp (1 - (A -I- Bxj Cxj^) +
2 o 2 2 2
Kj Xj .pj exp 2(1 - Xj) {A + 8% ^ + Cyj ) +
(1 - x^ ) p° exp X ^ ^  A - B/g) + (B - 2C/3) + 0 % ^ ^  (^4-)
where p° and p° are the vapor pressures of pure dimer of 
component I and pure component 2 respectively and Kj is the 
dimerization constant of component 1 in the vapor phase.
The data were fitted according to equation (4). Thus,
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fitting total pressure as a function of x^ in this form, the 
constants A, B and C, and hence, activity coefficients could 
be determined. Because of the shape of the total pressure 
curves of the systems investigated, equal mole fractions and 
their corresponding pressure values could not be used for 
the input data to obtain a satisfactory fit of the experi­
mental points. Consequently, points were chosen so as to 
give the best analytical fit over the whole concentration 
range. The dimerization constants of trifluoroacetic acid 
used here were those determined by C h r i s t i a n . T h e  dimeri­
zation constants of acetic acid were taken from the work of 
MacDougall. The dimer pressure of acetic at IO°C was found 
by plotting log dimer pressure vs. i /t  and extrapolating to 
10°C.
B. VAPOR DENSITY BALANCE DATA
The vapor density, d, of the equilibrium vapors is 
determined directly from the position of the pointer on the 
silica balance. In cases of systems whose components obey 
the ideal gas law, the activity of each component may be 
calculated from the expressions:
dRT = M p = p j M j + ( p - p j ) M 2  (5)
and
a; = Pj/pj; ag = (p - Pj)/P2 (6)
where M is the average molecular weight of the vapors,
and M 2 are the molecular weights of the pure components 1
and 2, and aj and a£ are the activities of components 1 and 2.
2k
In the case of systems in which one of the components 
dimerizes (e. g. the system CCli},-CH^COOH) expressions corres­
ponding to (5) and (6) may be written in terms of the dimeri­
zation constant Kg and the partial pressure of the monomer 
of the associating compound, p ^ . Thus:
dRT = PjMj + 2KgPjMj + (p - Pj - KgPj)M2 (?)
and
^ Pi/Pi' &2 ^ (P " Pi " (8)
where the assumption is made that the monomers and dimers 
obey the ideal gas laws. Similar expressions may be devel­
oped for systems in which both components associate in the 
vapor phase.
The calculation of the liquid phase composition can 
be made in the following manner. The constant temperature, 
constant pressure form of the Gibbs-Duhem equation may be 
rearranged to give:
-d In ag / (d In a^ - d In ag) = Xj (9)
The determination of In a 2 and In a^ as functions of any
*
arbitrary variable, x^ would allow the calculation of Xj 
according to the equation
-(d In ag/dxt)
= (1 0 )
(d In aj/dx*) - (d In ag/dxj)
It can be shown that for systems deviating but slightly from 
ideality
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X, = --------------------   ( H )
(1 -  a 2 ) + ( l  - a ^ )
For this reason, the function x* = (1 - a£) / (2 - a^ - ag) 
was chosen in equation (11) as the independent variable. 
Defining
y* ~ &i/%i ^"^^2  ^^2/(1 " ) (12)
one can determine expressions of the type 
I n / î  = (1 -
and
I n / z  = (13)
directly from experimental values of a^ and a2 .
Actually, only one of the expressions in (13) need 
be used, since it is obvious that once e i t h e r o r i s  
fit as a function of x*, the o t h e r i s  determined by 
equations (12).
Equations (12) can be differentiated to give 
d In aj/dx* = d lh^*/dx* + l/x*
and
d In a^/dx* = d In^^^/dx* - l/(l - x* ) (l4)
From equations (12) and (13), expressions for d In /dx* 
and d In^f2 / ^ * 1 can be calculated and substituted into equa­
tions (l4). Hence, application of equation (10) will yield
Xj as a function of x* and the activity coefficients and
Y 2 may be calculated.
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The curve fitting techn.ique involving the I n ^  ex­
pansion was used only for the systems C^H^-CCl^, C^H^-n- 
hexane, CCl^-n-hexane and CCl^-ethylacetate. All these sys­
tems were readily fitted with a one constant equation. A • 
consequence of this was that in every case, Xj and x* were 
identical.
For other systems, such as those containing an alco­
hol as one of the components, a different curve fitting 
technique was used since a single constant expansion was 
inadequate for these systems. The data were curve fitted 
using the following equation:
( a j  + a2  -  1) /  = Aa^ + B a j ^  + C a ^ 3  ( 1 5 )
where aj and a2 are experimentally determined activities 
obtained directly from the output of a computer program de­
veloped by Affsprungl^ for the analysis of the vapor density
balance data. The constants A, B and C are determined from
1 ^another computer program developed by Gibbard for curve 
fitting the experimental activities. For simplicity in the 
discussion, let f replace the left hand side of equation (15) 
For an ideal solution, a^ + a2 = 1, so that a plot of f vs. 
a^ would give a straight line corresponding to f = 0 for all 
values of aj. In addition, each of the constants A, B and 
C would identically be zero. For a real solution with posi­
tive deviation from ideality, the limiting values of f can 
be established as follows. In the case of a verv dilute
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solution of component 2 in component 1, aj = xj and a 2 = 
kgfl - Xj) where kg is the Henry's Law constant for compon­
ent 2. Substituting these values of aj and a 2 into equation 
(1 5 ) and rearranging gives the result:
f = 1 - l/k2 (16)
As k£ becomes very large, the limiting value of f will be 1. 
On the other hand, for a very dilute solution of component 1 
in component 2, a£ = Xg and a^ = kj(l - X£) where is the
Henry's Law constant for component 1. Substituting these
values of aj and a2 into equation (15) and rearranging gives
the result :
f  = , 1 7 )
^2
In the limit with X£ = 1> the value of f becomes equal to 
zero.
The Henry's Law constants for both components can 
also be evaluated. For the case of component 2, equations 
(1 5 ) and ( 1 6 ) may be combined to give:
1 - l/kg = Aaj + Baj + CaJ (I8 )
But for a very dilute solution of component 2 in component 1, 
aj may be replaced by Xj and in the limit as x^ 1, equa­
tion (1 8 ) reduces to:
1 - l/kg = A + B + C (1 9 )
For the Henry's Law constant for component 1, df/daj can be
evaluated from equation (l5) which will involve the ratio .
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dag/daj. Using the condition for a dilute solution of com­
ponent 1 in component 2, namely ag = (l - xj) and aj = 
kjXj, dag/da^ can be evaluated to give df/daj in terms of 
aj and kj only. Applying the limiting condition on df/daj 
as ajt ^ 0  gives the result:
1 - l/kj = A (20)
For the calculation of the liquid phase composition, 
equation (10) may be rearranged to yield:
(l - agda^/a^dag) = 1 / (21)
This equation may be solved by direct differentiation of 
equation (15) and substituting for the value of da^/dag so 
obtained. An alternate method is to use a computer program 
to solve for xj by a ZL process. Choosing a value of aj al­
lows the calculation of the corresponding value of ag from 
equation (15). A new value of a^ corresponding to a^ -t^ a^ 
is chosen and the above calculations are repeated to yield a 
new value of ag equal to ag + ag. For small values of 
Zla^ and Zl a g , it is possible to replace da^ by<^ aj and 
dag by A  ag in equation (l8) to give:
( 1 - ag^^aj/a^^ag) = l / x j  (22)
Hence, values of Xj can be determined in this manner. Con­
sequently, the activity coefficients can also be calculated 
for the svstem.
CHAPTER V 
RESULTS
The experimental data for the total pressures, par­
tial pressures and activity coefficients for the systems 
acetic acid-CCl^ and trifluoroacetic acid-CCl^ at 10, 20 and 
25 °C as determined by the total pressure apparatus are given 
in Tables 1-6. Table 7 lists the constants determined from 
equation (4) for each system in the curve fitting program. 
Figures 3-8 represent the total and partial pressures plot­
ted on the basis of the mole fraction of acid based on the 
dimer molecular weight of the acid for each system at each 
temperature. Points are experimental, and the curves are 
calculated from the best fit of the experimental data.
Figures 9-10 are the calculated activity coefficients for 
each system.
Tables 8-11 list the experimental activities, the 
calculated mole fraction of the liquid phase, the calculated 
activity coefficients and the calculated activities for the 
systems C^H^-CCl^, C^H^-n-hexane, CCl^-n-hexane and CCl^- 
ethylacetate at 20°. In addition, Table 8 lists the activ­
ities as calculated from the data of Scatchard.^^ The
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activity coefficients expressed as a function of the mole 
fraction of the liquid phase are also listed below the table 
for each of the above systems. Figures 11-1^ show a plot of 
a 2 vs. ag for each system and Figures 15-18 show a plot of 
the activity coefficients of each component vs. mole frac­
tion of the liquid phase for each system.
Tables 12-15 list the total pressures, the calculated 
activities, the calculated mole fraction of the liquid phase 
and the calculated activity coefficients for the systems 
CCl^-methanol, CCl^-ethanol, C^H^-methanol and C^H^-ethanol 
at 10 . Table 15 lists the constants determined from equa­
tion (15) for each system in the curve fitting of the 
activities. Figures 19-22 show a plot of a % vs. a2 for each 
system and Figures 23-26 show a plot of the activity coef­
ficients of each component vs. mole fraction of the liquid 
phase for each system.
Table 1
System Acetic Acld-CCl^ Dependence of Total Pressure, Partial Pressures
and Activity Coefficients on Liquid Mole Fraction at 10°
\l
pcalc
m
pcalc
d
pcalc
2
pcalc
T y, / a
. 0 0 0 0 5 6 . 7 6 0 . 0 0 0 0 . 0 0 0 5 6 . 7 6 5 6 . 7 6 3 . 8 1 0 1 . 0 0 0
. 0 9 7 6 5 4 . 7 0 0 . 4 5 1 1.557 5 2 . 6 5 5 4 .66 2 . 9 2 5 1.020
. 1 6 7 8 5 2 . 5 7 0.533 2.220 4 9 . 8 5 5 2 . 6 0 2 . 6 3 2 1 . 0 5 0
. 2 9 2 8 48.86 0 . 6 1 0 2.881 4 5 . 8 0 4 9 . 2 9 1 .800 1 . 150
.3857 4 7 . 3 2 0.647 3.240 4 3 . 5 0 4 7 . 3 9 1 . 5 2 5 1 . 2 5 0
.4814 43.64 0 . 6 7 5 3.548 40.35 4 4 . 5 7 1 . 3 5 0 1.375
.5637 4i.li 0 . 7 0 0 3.780 37.35 4i .83 1 . 2 3 8 1 . 4 9 5
. 6 2 3 3 3 9 . 5 7 0 . 7 1 5 3 . 9 7 5 3 4 . 9 0 3 9 . 5 9 1 . 1 7 5 1 . 6 1 3
.4836 44.01 0 . 6 7 6 3 . 5 5 0 40.30 4 4 . 5 6 1 . 3 4 7 1.379
.482 1 42.97 0 . 6 7 5 3 . 5 4 5 40.15 4 4 . 3 7 1 . 3 4 9 1 .377
.6820 3 6 . 3 6 0 . 7 3 1 4 . 175 3 2 . 0 0 3 6 . 9 1 1.120 1 . 7 6 5
. 7 4 6 7 33.08 0 . 7 5 0 4.400 28.00 33.15 1 . 0 7 5 1 . 9 5 2
.8264 2 7 . 0 6 0.775 4 . 7 0 0 22 . 00 2 7 .48 1 . 0 3 7 2 . 2 1 3
. 8 9 0 3 2 2 . 1 6 0.801 4 . 9 3 0 1 6 . 8 5 2 2 . 5 6 1 . 0 1 3 2 . 5 3 0
1 .0000' 6 . 1 6 0 . 8 2 6 5 . 3 3 4 00.00 6 . 1 6 1 .000 3 . 6 0 5
Table 2
System Acetic Acid-CCl^ Dependence of Total Pressure, Partial Pressures
( and Activity Coefficients on Liquid Mole Fraction at 20°
%d Pt
p c a l c
m
p c a l c p c a l c
^2
p c a l ct T^
. 0 0 0 0 9 0 . 9 7 0 . 0 0 0 0 . 0 0 0 9 0 . 9 7 9 0 . 9 7 5 . 4 0 0 1 . 0 0 0
. 0 5 7 6 9 0 . 2 3 0 . 8 8 3 2 . 2 0 0 8 6 . 8 5 8 9 . 9 3 3 . 8 7 5 1 . 0 0 8
. 10 ? 4 8 7 . 7 8 1 . 0 6 3 3 . 3 2 0 8 4 . 0 0 8 8 . 3 8 3 . 0 2 5 1 . 0 3 2
. I 6 l 4 8 7 . 0 0 1 . 1 6 8 3 . 9 4 5 8 1 . 4 5 8 6 . 4 6 2 . 4 5 0 1 . 0 7 5
. 2 4 6  1 8 4 . 4 4 1 . 2 6 0 4 . 5 9 0 7 8 . 6 5 8 4 . 6 0 1 . 8 7 5 1 . 158
. 3 1 3 1 8 2 . 0 3 1 . 3 0 5 4 . 9 0 0 7 6 . 5 5 8 2 . 7 6 1 . 6 1 3 1 . 2 1 5
. 3 8 3 1 7 9 . 2 3 1 . 3 5 0 5 . 2 2 5 7 3 . 7 5 8 0 . 2 5 1 . 4 2 0 1 . 3 0 5
. 4 6 8 4 7 6 . 1 1 1 . 4 1 2 5 . 7 0 0 6 9 . 2 0 7 6 . 3 0 1 . 2 5 0 1 . 4 1 5
. 5 5 1 5 7 0 . 3 8 1 . 4 7 3 6 . 2 0 0 6 3 . 5 4 7 1 . 2 1 1 . 1 5 0 1 . 5 6 0
. 5 7 4 8 6 9 . 4 9 1 . 4 8 5 6 . 3 4 0 6 1 . 6 5 6 9 . 4 7 1 . 1 3 7 1 . 5 8 7
. 6 8 7 7 5 9 . 0 1 1 . 5 7 8 7 . 1 0 0 5 0 . 5 0 5 9 . 1 8 1 . 0 6 5 1 . 7 3 0
. 7 4 3 6 5 2 . 7 3 1 . 6 2 2 7 . 5 1 5 4 3 . 5 5 5 2 . 6 9 1 . 0 3 7 1 . 8 7 5
. 8 1 4 8 4 4 . 1 4 1 . 6 8 2 8 . 1 0 0 3 3 . 6 5 4 5 . 4 3 1 . 0 1 7 2 . 0 0 0
. 8 8 3 2 3 3 . 7 9 1 . 7 4 0 8 . 6 5 5 2 1 . 2 0 3 1 . 6 0 1 . 0 0 9 2 . 1 5 0
. 9 5 8 8 , 2 0 . 1 5 1 . 7 8 8 9 . 3 0 0 9 . 0 0 2 0 . 0 9 1 . 0 0 1 2 . 3 3 0
1 . 0 0 0 1 1 . 5 0 1 . 8 1 0 9 . 6 9 0 0 . 00 1 1 . 5 0 1 . 0 00 2 . 5 8 0
w
ro
Table 3
System Acetic Acid-CCl^ Dependence of Total Pressure, Partial Pressures
and Activity Coefficients on Liquid Mole Fraction at 25°
%d Pt
pcalc
m
pgalc p^alc Pl^alc
/ '
.0000 1 14.58 0.000 0.000 1 14.58 114.58 3.835 1.000
. 0 5 7 6 1 1 1 . 9 9 1 . 0 6 8 2 . 2 2 5 1 0 8 . 9 0 1 1 2 . 1 9 3 . 1 0 0 1 . 0 0 7
. 1 0 7 4 1 0 9 . 5 5 1.42 1 3.785 1 0 4 . 9 0 1 1 0 . 1 1 2 . 6 2 5 1 .022
.16|4 1 0 7 . 1 3 1 . 6 1 5 4 . 7 0 0 100.85 1 0 7 . 1 7 2 . 3 0 0 . 1 . 0 5 0
.2461 1 0 3 . 8 5 1 .793 5.835 95.40 103 . 1 8 1.848 1 . 103
. 3 1 3 1 9 8 . 9 1 1 . 9 0 0 6 . 5 2 0 9 1 . 5 0 9 9 . 9 2 1 . 6 1 3 1 . 1 52
.3831 9 5 . 9 1 1 . 9 9 2 7 . 1 9 5 8 7 .00 9 6 . 1 9 1.413 1 . 2 1 3
.4684 89.86 2.080 7 . 9 0 0 80.85 9 0 . 8 3 1 . 3 1 3 1.335
. 5 5 1 5 8 5 . 1 7 2 . 1 7 2 8.580 7 4 . 3 4 85 . 09 1.218 1 .444
.5748 82.45 2 . 1 9 2 8.800 7 2 . 0 0 82.99 1 . 1 9 5 1 . 4 7 5
.6877 7 1 . 9 6 2 . 3 0 5 9 . 7 2 5 6 0 . 4 5 72 .48 1.110 1 . 6 9 0
. 7 4 3 6 6 5 . 7 6 2 . 3 6 0 10.20 53.85 66.41 1 . 0 7 4 1 .840
.8148 5 6 . 7 2 2 . 4 9 0 1 0 . 7 9 4 3 . 2 0 5 6 .48 1.036 1 2 . 0 6 0
. 8 8 3 2 46.6 1 2 . 5 1 3 11.46 3 1 . 3 0 4 5 . 2 7 1 . 0 1 6 2 . 3 2 6
.9588 28.61 2 . 5 9 2 1 2 . 2 6 13.85 2 8 . 7 0 1 . 0 0 5 2 . 7 1 3
1.000 1 5 . 3 3 2 . 6 3 2 1 2 . 7 0 00.00 1 5 . 3 3 1 .000 2 . 9 6 5
Table k
System Trifluoroacetic Acid-CCl^ Dependence of Total Pressure, Partial Pressures
and Activity Coefficients on Liquid Mola Fraction at 10°
%d ^T
pcalc
m
pcalc
d
pcal c 
2
pcalc
T
.0000 5 7 . 3 4 0.000 0. 00 5 7 . 3 4 5 7 . 3 4 1 3 . 0 2 0 1 . 000
.0585 85.64 4 . 9 5 2 2 2 . 3 0 5 4 . 7 0 81 . 9 5 8 . 5 0 5 1 .012
. 1 6 0 5 9 1 . 1 3 6 . 1 7 2 3 3 . 3 0 5 2 . 2 0 91 .68 4.800 1 . 102
. 2 5 4 9 9 2 . 1 6 6 . 3 0 0 3 4 . 3 0 51 . 9 0 9 2 . 5 0 3. 1 5 0 1 . 220
.2805 91.84 6 . 2 5 0 3 4 . 2 0 51.95 9 2 . 4 5 2.845' 1 .280
.3503 9 2 . 2 0 6. 180 3 4 . 0 6 5 2 . 3 4 92.58 2 . 2 5 8 1 .400
.3783 . 9 2 . 2 9 6 . 2 2 5 3 3 . 6 0 5 2 . 3 0 9 2 . 1 3 2 . 1 2 0 1 . 5 0 5
. 4 4 7 3 9 2 . 3 4 6 . 2 2 0 3 3 . 5 0 5 2 . 6 0 9 2 . 3 2 1 . 7 3 5 1 . 6 7 0
. 5 7 6 7 9 2 . 2 5 6 . 1 7 2 33.80 52.35 9 2 . 3 2 1 . 3 6 5 2.180
. 7 4 3 2 8 9 . 5 1 6 . 1 9 0 35.35 4 7 . 3 0 88.84 1.110 3 T 135
. 9 0 2 0 7 3 . 4 4 6 . 6 7 7 38.55 2 7 . 5 0 7 2 . 7 3 1.014 5.582
1 .0000 50.64 7 . 0 3 5 4 3 . 6 0 00.00 5 0 . 6 3 1 . 000 6 . 6 6 5
V)
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Table 5
System Trifluoroacetic Acid-CCl^ Dependence of Total Pressure, Partial Pressures
and Activity Coefficients on Liquid Mole Fraction at 20°
%d Pt
pcal c 
m
pcalc pcalc
2
pcal ct-T / 2
.0000 9 0 . 9 0 00.00 00,00 9 0 . 9 0 9 0 . 9 0 1 6 . 1 8 0 1 . 000
. 0 6 2 9 138.33 9 . 6 9 0 41.80 8 7 . 0 0 1 3 7 . 4 9 8 . 9 5 0 1 . 0 1 5
. 1 2 9 7 1 4 9 . 7 0 10.820 53.00 84.90 148.72 5 . 5 5 0 1 . 0 9 0
. 1 9 7 2 1 4 9 . 0 3 1 1 . 000 5 4 . 4 5 84.85 1 5 0 . 3 0 3 . 8 5 0 1 . 1 5 0
. 2 5 9 2 1 4 9 . 3 6 1 1.002 5 4 . 5 0 84.65 1 5 0 . 15 2.850 1 . 2 5 5
. 3 3 6 1 1 4 9 . 2 7 11.000 5 4 . 6 0 84.50 1 5 0 . 1 0 2.200 1 . 3 2 0
.3812 1 4 9 . 3 4 1 1 . 0 0 5 5 4  . 6 0 84.60 1 5 0 . 2 0 1 . 9 5 5 1 . 4 3 0
. 5 0 3 3 149.46 11.190' 5 6 . 6 0 82.08 1 4 9 . 7 9 1 . 5 2 0 1.815
. 5 5 7 4 1 4 9 . 4 4 1 1 . 3 0 0 57.85 80.40 1 4 9 . 3 5 1.405 2 . 0 3 0
. 6 0 2 6 148.98 1 1 . 4 3 0 5 9 . 3 5 7 7 . 7 0 148.35 1 . 3 2 5 2 . 145
. 7044 146.07 1 1 . 7 1 0 6 2 . 0 0 7 1 . 0 0 1 4 4 . 7 0 1 . 1 9 0 2 . 6 1 6
. 7 0 6 7 146.2 1 1 1 . 7 2 0 6 2 . 1 0 7 1 . 0 0 144.82 1 . 1 9 0 2 . 6 1 5
. 8 7 3 4 1 3 1 . 2 7  • 12.200 6 7 . 5 0 5 0 . 5 0 1 3 0 . 2 0 1.038 4.385
1 . 0 0 0 8 6 . 9 7 1 2 . 7 5 0 7 4 . 2 2 00 . 00 86 . 97 1 .000 8 . 2 6 0
Table 6
System Trif luoroacetic Acid-CCl/^ Dependence of Total Pressure, Partial Pressures
and Activity Coefficients on Liquid Mole Fraction at 25°
Xd Pt
pcalc
m
Tjcalc
^d
«cale
^2
«cal c 
^T / •
. 0 0 0 0 1 1 4 . 7 2 0 0 . 0 0 0 0 . 0 0 1 1 4 . 7 2 1 1 4 . 7 2 12. 172 1 . 0 0 0
. 0 6 2 9 1 7 0 . 9 2 12.20 4 5 . 0 0 1 0 9 . 0 0 1 6 6 . 2 0 7 . 4 5 0 1 .014
. 1 2 9 7 1 8 2 . 2 7 l4.40 6 1 . 2 0 1 0 6 . 0 0 181 . 6 0 4 . 9 3 5 1 . 0 4 5
. 1 9 7 2 1 8 6 . 9 2 14.95 66.00 104.50 185.45 3.555 1 . 1 2 5
. 2 5 9 2 186.98 1 5 . 1 8 68 . 00 1 0 3 . 6 0 1 8 6 . 7 8 2 . 7 4 0 1 . 2 5 0
. 3 3 6 1 1 8 6 . 9 1 1 5 . 3 0 6 9 . 0 0 1 0 3 . 0 0 1 8 7 . 3 0 2 . 150 1 . 3 5 0
.3812 1 8 6 . 9 2 15.40 7 0 . 0 0 102.10 187.50 1 . 9 5 0 1.440
. 5 0 3 3 1 8 6 . 9 6 1 5 . 6 5 7 3 . 1 5 98.40 187.20 1 . 5 0 4 1 . 7 2 8
. 5 5 7 4 1 8 6 . 9 2 15.85 7 4 . 8 0 9 6 . 4 0 1 8 7 . 0 5 1 . 3 9 0 1.875
. 6 0 2 6 1 8 7 . 9 1 1 6 . 0 0 7 6 . 2 0 9 3 . 5 0 1 8 5 , 7 0 1.310 2.045
. 70kk 182.73 1 6 . 4 0 80.25 8 5 . 2 5 182.20 , 1 . 1 5 0 2 . 5 0 0
. 7 0 6 7 182.88 1 6 . 5 0 80.20 8 5 . 2 5 181 . 9 5 1 . 1 5 0 2 , 5 0 0
. 8 7 3 4 1 6 3 . 1 5 1 7 . 2 0 88.00 5 9 . 0 0 164.20 1 . 0 3 0 4.000
1 . 0 0 0 0 11 2 . 4 9 1 7 . 9 1
% ■
95.48 00. 00 11 2 . 4 9 1 . 0 0 0 7.228
w
Os
Table 7
Tabulation of the
of
Constants Derived 
the Total Pressure
from the 
Curves
Curve Fitting
System Temp. °C A 13 C
Acetic Acid-CCl^ 10 1 .338 - 1 . 1 6 5 0 . 9 9 5
Acetic Acid-CCl/^ 20 1 .686 -2.839 1 .800
Acetic Acid-CCl^ 25 1.344 - 1 . 5 1 6 1 . 5 0 0
Trifluoroacetic Acid-CCl^ 10 2.570 -2 . 2 7 3 1 .385
Trifluoroacetic Acid-CCl^ 20 2 . 783 -4.664 4 . 9 8 8
Trifluoroacetic Acid-CCl^ 25 2 .500 -3 . 6 3 3 3 . 8 9 3
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Table 8
System C^H^-CCl^
Dependence of Activities and Activity Coefficients on Liquid Mole Fraction at 20°
^2 M %1
jycalc ^|alo -calc
^1 a^alc ai(S)* agtS)*
1 . 0 0 0  
0 . 9 3 7  
0 . 8 7 8
0 . 0 0 0  
0.069 
0.133
1 . 000  
0.937
0 . 8 7 7
1 . 0 0 0
0.937
0 . 8 7 7
1 . 000  
1 . 000  
1 . 002
1.131
1 . 1 1 4
1 . 0 0 0  
0.937
0 . 8 7 9
0 . 0 0 0  
0.071 
0.137
1 . 000  
0.937
0 . 8 7 9
0 . 0 0 0
0.071
0.136
0 . 7 9 7  
0 . 7 5 9  
0 . 6 8 8
0 . 2 1 4
0.266
0 . 3 3 3
0.795
0.753
0 . 6 8 1
0 . 7 9 5
0 . 7 5 3
0 . 6 8 1
1 . 006 
1 . 0 0 8  
1 . 0 1 4
1 .092 
1 . 0 8 3  
1.067
0 . 8 0 0  
0.760 
0.690
0.223
0.267
0.340
0.799
0.759
0.691
0 . 2 2 4
0.267
0 . 3 3 9
0 . 6 4 8
0.629
0.592
0 . 3 7 9
0 . 4 0 2
0 . 4 4 4
0 . 6 3 8
0.615
0.577
0.638
0.615
0 . 5 7 7
1 . 0 1 9  
1 . 022  
1 .025
1.059
1 .054 
1 . 0 4 8
0.650
0.628
0.594
0 . 3 8 3
0 .4 o6
0.443
0 . 6 4 9
0.628
0.591
0 . 3 8 3  
0 .4 o4
0.443
0.519
0.517
0 . 4 6 9
0.520
0.523
0.570
0.499
0.497
0.447
0.499
0.497
0.447
1 .036 
1 .037
1 . 0 4 5
1.035
1.035 
1 . 0 2 8
0.517
0.515
0 . 4 6 7
0.518
0.521
0.568
0.517
0 . 5 1 4  
0 . 4 6 6
0 . 5 1 8
0.520
0.568
0.319
0.260 
0 . 204
0.699
0.756
0 . 8 1 2
0.307
0 . 2 4 8
0.191
0.307
0 . 248  
0.191
1.068 
1 . 0 8 3  
1 .094
1.013 
1 .009 
1 . 005
0.328 
0.262 
0.209
0.702
0.759
0 . 8 1 3
0 . 3 2 8  
0.262 
0 .208
0.702
0 . 7 5 8
0 . 8 1 3
0.107 
0 . 000
0.902 
1 . 000
0.099 
0 . 000
0.099 
0 . 000
1 . 123 1 . 0 0 1 
1 . 000
0 . 1 1 1  
0.000
0.902 
1 . 000
0.109 
0 . 000
0.903 
1 . 000
1 1  = 0 . l4 ( 1 -
* . 2  
X j.) and *xi =
o\
Table 9
System -n-Hexane
Dependence of Activities and Activity Coefficients on Liquid Mole Fraction at 20°
ag
#  .
^1
^ a l c V * a l c a calc 
1
acalc
1 . 0 0 0 0 . 000 1 . 000 1 . 0 0 0 1 . 0 0 0 1 . 0 0 0 0 . 0 0 0
0 . 9 3 5 0 . 0 8 5 0.934 0.934 1 . 0 0 2 1.305 0.936 0 . 0 8 6
0 . 8 4 4 0 . 2 0 2 0.836 0.836 1 .009 1 . 2 4 4 0 . 8 4 4 0 . 2 0 4
0.760 0.307 0.742 0.742 1 .023 1 . 193 0.760 0.307
0 . 6 8 0 0 . 4 0 3 0.651 0.651 1 . 0 4 3 1 . 1 4 8 0.679 0 . 4 0 1
0 . 5 9 8 0.495 0 . 5 5 7 0 . 5 5 7 1 .069 1 . 1 1 2 0.595 0.496
0 . 5 2 4 0.567 0.477 0.477 1 .096 1 . 0 8 0 0.522 0.565
0.499 0.602 0.443 0 . 443 1 . 1 1 0 1 . 069 0.492 0.596
0 . 5 1 4 0.590 0.458 0.458 1.103 1.073 0.505 0 . 5 8 2
0.457 0 . 6 4 4 0 . 3 8 4 0 . 3 8 4 1 . 133 1.051 0.434 0 . 6 4 8
0 . 3 3 8 0 . 7 3 5 0 . 2 8 5 0 . 2 8 5 1.179 1 . 029 0.337 0.735
0 . 2 0 2 0 . 8 2 9 0.177 0.177 1.231 1 . 0 0  2 0.217 0 . 8 2 5
0.150 0 . 8 8 5 0.119 0.119 1.271 1 . 0 0  1 0.152 0 . 8 8 5
0 . 0 0 0 1 .600 0 . 0 0 0 0 . 00 0 1 . 000 0 . 0 0 0 1 . 0 0 0
I"]/; = 0 .3 5 ( 1 - :<1) and
*
XI = X i
■Vl
Table 10
System CCl^-n-Hexane
Dependence of Activities and Activity Coefficients on Liquid Mole Fraction at 20°
^1 *2 4
^ a l o y | a l c acalc acalc
1 .000 0.000 1 . 000 1.000 1 . 000 1 .000 0.000
0.961 0. o4 4 0.963 0.963 1.001 1.176 0.963 0 . 0 4 4
0 . 8 3 9 0.191 0 . 8 3 4 0.834 1.005 1.125 0 . 8 3 9 0 . 187
0.775 0 . 2 6 4 0.766 0.766 1 . 0 1 0 1 . 1 1 5 0.774 0.261
0.689 0 . 3 5 5 0.675 0.675 1 . 0 2 0 1 . 0 8 2 0 . 6 8 8 0.352
0.628 0 . 4 2  1 0.609 0.609 1 . 0 2 8 1 . 067 0.626 8 . 4 1 7
0.568 0 . 4 8 1 0.545 0.545 1 .039 1 . 054 0.567 0 . 4 8 0
0.525 0 . 5 2 4 0.500 0.500 1 . 0 4 5 1 . o4 o 0.523 0.520
0.473 ; 0 . 5 7 5 0.447 0.447 1.055 1 .036 0.472 0 . 5 7 3
0.456 0.589 0.430 0.430 1 . 0 5 8 1 .034 0.455 0 . 5 8 9
0.449 0.596 0 . 4 2 4 0 . 4 2 4 1 .060 1 . 0 3 2 0.449 0 . 5 9 5
0 . 4 2 0 0.621 0 . 3 9 5 0 . 3 9 5 1.066 1 . 0 2 8 0 . 4 2 1 0.622
0.350 0 . 6 8 7 0.325 0.325 1 . 0 8 0 1.019 0.351 0 . 6 8 8
0 . 2 4 1 0.792 0.215 0.215 1 . 1 1 1 1 . 0 0 8 0.239 0.791
0.137 0 . 8 8 6 0.117 0.117 1 . 145 1 . 002 0. 134 0 . 8 8 5
0.071 0.940 0.061 0.061 1.160 1 . 0 0 1 0.070 0.940
0.000 1 . 000 0.000 0 . 0 0 0 1 . 0 0 0 0 . 0 0 0 1 . 000
' ^” 2^1 = 0 . 18(1 -
* . 2  
X j ) and
*
^ 1  -, *1
00
/Table 11 
System CCl/^-Ethylacetate 
Dependence of Activities and Activity Coefficients on Liquid Mole Fraction at 2 0 °
a 2
y^alc y | n l c a^alc a^alc
1 .000 0.000 1 . 000 1 . 000 1.000 1 .000 0.000
0.969 0 . 042 0.969 0.969 1 . 000 1.375 0.969 0 . 0 4 3
0.890 0.161 0 . 8 8 4 0 . 8 8 4 1.005 1.313 0 . 8 8 9 0 . 1 5 3
0 . 8 3 0 0.230 0 . 8 1 9 O.819 1 . 0 1 2 1 . 2 8 3 0.829 0.232
0.775 0.295 0 . 7 5 8 0 . 7 5 8 1.023 1.229 0.776 0.297
0.705 0.369 0 . 6 8 1 0 . 6 8 1 I .039 1 . 1 8 0 0.706 0.376
0.6UŸ O.USŸ 0.6 IŸ 0.6 IŸ t . OJJ J . 150 o.û^b. 0 . 4 3 7
O.&j# 8 .&CD L m \ . m 0 .C3] o.k&g
0.600 0..561 O.^bl 1.0?p 1.12b 0.605
0.451 0.637 0.398 0 . 3 9 8 1 . 140 1.063 0.453 0 . 6 4 0
0.430 0.659 0.375 0 . 3 7 5 1 . 156 1.056 0.433 0.660
0.431 0.662 0.373 0.373 1 . 157 1.056 0.431 0.663
0.432 0 . 6 6 6 0.369 0 . 369 1.160 1.054 0 . 4 2 8 0 .665
0.405 0.690 0.342 0 . 3 4 2 1.173 1 . 0 4 8 0 . 4 0 2 0.690
0.357 0.729 0.296 0.296 1.198 1.035 0 . 3 5 5 0.728
0.131 0.905 0.099 0.099 1.325 1 . 0 0 4 0.131 0.905
0.000 1 . 0 0 0 0,000 0 . 0 0 0 1.000 0 . 0 0 0 1 . 0 0 0
ln)f j = 0 .4 0 ( 1 - and Xi = X*
M3
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Fig, 11,— Activities of the System C^H^-CCl^. at 20*
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Fig. 12.— Activities of the System
C^H^-n-Hexane at 20°
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Fig, 13.--Activities of the System
CCl^-n-Hexane at 20°
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CCl^-Ethylacetate at 20°
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Fig, 1 5 .--Activity Coefficients of the System
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Fig. 18.--Activity Coefficients of the System
CCl^-Ethylacetate at 20°
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Table 12 
System CCl^-methanol
Dependence of Total Pressure, Activities and Activity 
Coefficients on Liquid Mole Fraction at 10°
^T %1 *2
ycalc 
. *1 y.
5 7 . 0 4 1 . 0 0 0 0 . 0 0 0 1 . 000 1 . 0 0 0 3.953
96 . 4 6 0.927 0.769 0.663 1.398 2 . 2 8 2
96.44 0.921 0.778 0.629 1 . 4 6 4 2 . 09 7
9 4 . 4 8 0.860 0.805 0 . 4 2 4 2 . 0 2 8 1.398
93.54 0 . 8 4 1 0.807 0 . 4 4 8 1 . 8 7 7 1 . 4 6 2
91.43 0.740 0 . 8 4 5 0.231 3.186 1.099
89.65 0.736 0.871 0.195 3.795 1.082
8 8 . 8 0 0 . 6 8 0 0 . 8 8 6 0.152 4.474 1.045
87.16 0 . 6 4 4 0.894 0.136 4.735 1.035
. 83.90 0 . 5 8 2 0 . 8 9 9 0.118 4.932 1.019
74.75 0.369 0.951 0.068 5.426 1 . 0 2 0
56.45 0 . 0 0 0 1 . 0 0 0 0 . 0 0 0 23.810 1 . 0 0 0
5 9
• Table 13
Svstem CCl),-ethanol*4
Dependence of Total Pressure, Activities and Activity 
Coefficients on- Liquid Mole Fraction at 10°
^2
vcalc
1
5 7 . 0 0 1 . 0 0 0 0.000 1 . 000 1 . 0 0 0 2 0 . 4 1
68.72 0 . 9 4 6 0 . 6 4 4 0.861 1.099 4.633
67.59 0.889 0.731 0.674 1.319 2 . 2 4 2
65.73 0.856 0 . 7 3 3 0.610 1 . 4 0 3 1 . 8 7 9
61.79 0.735 0 . 8 5 5 0.302 2.434 1.225
59.13 0.662 0.915 0 . 1 8 4 3 . 5 9 8 1 . 1 2 1
57.69 0.638 ■ 0.912 0 . 1 7 7 3 . 6 0 4 1 . 1 0 8
4 8 . 4 5 0.454 0.961 0.073 6.219 1.037
35.60 0.216 0.988 0 . 0 2 0 1 0 . 8 0 1 . 0 0 8
29.43 0.107 0.987 0.007 15.29 1.003
23.58 0.000 1 . 0 0 0 0 . 0 0 0 27.03 1 . 0 0 0
6 o
Table lU 
System C^H^-methanol
Dependence of Total Pressure, Activities and Activity 
Coefficients on Liquid Mole Fraction at 10°
?T ^1 *2
%calc
*1
1 . 0 0 0 0 . 0 0 0 1 . 0 0 0 1.00
8k .86 0.993 0.703 0.920 1.079 8.788
8k. 65 0.955 0.722 0.635 1 . 5 0 4 1.978
8k .08 0.902 0.762 0 . 4 0 2 2 . 2 4 4 1.274
8 4 . 0 1 0 . 8 8 6 0.768 0 . 3 7 8 2.344 1.235
8 3 . 2 8 0.827 0.810 0 . 2 1 0 3 . 9 3 8 1.026
8 1 . 5 7 0.772 0 . 8 2 4 0.203 3.803 1.073
7 9 . 8 3 0.717 0 . 8 3 7 0 . 1 8 7 3.834 1.030
7 5 . 1 0 0.568 0.869 0.151 3.761 1 . 0 2 4
65.80 0.270 0.949 0.060 4.500 1.009
56.25 0 . 0 0 0 1 . 0 0 0 0 . 0 0 0 5 . 8 4 5 1 . 0 0 0
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Table 15 
System CgH^-ethanol
Dependence of Total Pressure, Activities and Activity 
Coefficients on Liquid Mole Fraction at 10°
^T *1 %2 *1 • • y .
4 5 . 6 8 1 . 0 0 0 0 . 0 0 0 1 . 0 0 0 1 . 0 0 7 . 5 7 5
5 8 . 3 5 0 . 9 6 0 0 . 6 0 9 0 . 8 8 9 1 . 0 8 0 5 . 4 8 6
5 8 . 2 1 0 . 8 8 4 0 . 7 5 0 0 . 6 0 0 1 . 4 7 3 1 . 8 7 5
5 6 . 4 5 0 . 8 1 3 0 . 8 1 3 0 . 3 8 7 2 . 1 0 1 1 . 3 2 6
5 5 . 9 2 0 . 7 9 5 0 . 8 2 6 0 . 3 8 2 2 . 0 8 0 1 . 3 3 6
5 5 . 8 9 0 . 7 7 1 0 . 8 7 2 0 . 2 4 0 3 . 2 1 2 1 . l 4 ?
4 7 . 3 5 0 . 5 3 9 0 . 9 2 0 0 . 0 6 5 8 . 2 9 2 1 . 0 2 7
3 6 . 0 0 0 . 2 9 0 0 . 9 6 4 o . o 4 o 7 . 2 5 0 1 . 0 0 5
2 3 . 5 5 0 . 0 0 0 1 . 0 0 0 0 . 0 0 0 4 0 . 0 1 . 000
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Table lé
Tabulation of the Constants Derived from the 
Curve Fitting of the Activity Curves
System T °C A B c
C^H^-Methanol 10 0 . 8 2 9 0. 02 1 0 . 1 4 7
C^H^-Ethanol 10 0 . 8 6 8 0 . 0 8 2 0 . 0 2 5
CCl^-Methanol 10 0 .7^7 0 . 2 6 4 -0 . 0 5 3
CCl^-Ethanol 10 0 . 9 5 1 -0 . 0 5 7 0.069
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Fig.. 19.--Activities of the System CCl^-Methanol at 10°
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Fig. 20.— Activities of the System CCl^-Ethanol at 10°
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Fig. 21.--Activities of the System C^Hg-Methanol at 10‘
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CHAPTER VI 
DISCUSSION
A. TOTAL PRESSURE METHOD
The systems, acetic acid-CCl^ and trifluoroacetic 
acid-CCl^, both show positive deviation from ideality, with 
the latter showing the more non-ideal behavior. Both acids 
associate in the liquid and vapor phases so that their solu­
tions with components like CCi^ would be expected to show 
positive deviation. Since the association in the liquid 
phase is quite pronounced, the curve fitting technique was 
applied using the mole fraction of the acid calculated on 
the basis of dimer molecular weight. The curve fitting 
technique using mole fraction of acid calculated on the acid 
monomer molecular weight proved to be unsatisfactory, par­
ticularly in the region of low acid concentration. It ap­
pears that both acids exist almost exclusively in the dimer 
form, even in relatively dilute solutions in CCl^,. Vapor 
phase association is also quite pronounced as is evident 
from the small values of the partial pressures of the monomer 
compared to the total pressure.
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The case of the trifluoroacetic acid-CCl^ system is 
of particular interest due to the length of the flat portion 
of the total pressure curve, indicating the formation of an 
azeotrope. The conditions are favorable for the formation 
of an azeotrope, since both components have closely related 
boiling points and the acid associates very strongly. Even 
at the lowest temperature used in this work (lO°C), no phase 
separation was ever observed. Although no detailed study 
was carried out on the critical solution temperature, phase 
separation was observed at about 0 ®C. The peculiar solution 
properties of the fluorocarbons have been discussed by 
S c o t t . T h e  majority of the perfluorinated hydrocarbons 
are only partially miscible with their hydrocarbon counter­
parts and this is attributed to the fact that the perfluor- 
inated hydrocarbons have very low values of the solubility 
parameters. From the difference between the two values of 
the solubility parameters for two components, it can be pre-
Q
dieted whether the two components will be miscible. Assum­
ing that trifluoroacetic acid has a low value of the solubil­
ity parameter by analogy with the other fluorinated materials, 
then it is possible to see why trifluoroacetic acid and CCl^ 
do show such extreme deviation from ideality.
The limiting values for the activity coefficients 
for both components in both systems were calculated from the 
values of the constants determined by the computer program.
In neither system was there any regular decrease of the
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limiting values with increase in temperature. In addition, 
there was no order of arrangement of the limiting values 
with regard to the temperature of the system. Apparently, 
neither system exhibits a large heat effect on mixing.
In addition to the total curve fitting of the data, 
each of the pressure curves was fitted separately at each 
concentration end. In this method, data points were read 
from the plots and subsequent curve fits would not extend 
beyond about 0.25 mole fraction at either end before the 
calculated values of the total pressure would diverge very 
greatly from the experimental ones. In effect, each total 
pressure curve would have two sets of constants, one for 
each end of the pressure curve. The constants determined in 
this manner were then used to calculate the limiting activ­
ity coefficients for the components. The agreement between 
these values of the activity coefficients and those calcu­
lated from fitting the curve with only one set of constants 
was reasonably good. The numerical values were close to 
those determined from the curves fitted with only one set of 
constants and again, there was no order of the values with 
regard to the increase of temperature. To get a better 
correlation of the activity coefficients with temperature, 
it would be necessary to study the systems over a wider 
temperature range.
The total pressure method is an extremely useful and 
accurate means of determining the partial pressures and
7k
hence, the activity coefficients of the components of a bi­
nary mixture. The method is straightforward and simple and 
is applicable to a wide variety of binary systems in which 
at least one component is volatile. The method is compar­
able in accuracy to methods based on the measurement of 
partial pressures. Measurements can be made over a range 
of temperatures so that the data can be used in the calcula­
tion of various thermodynamic quantities. Although it is 
necessary to sample and analyse the liquid phase for composi­
tion, the time involved in the determinations is short com­
pared to methods where the vapor phase must be collected and 
analysed.
The curve fitting technique has been shown to be 
applicable to systems which differ only moderately from 
ideality as well as those which differ greatly from ideal­
ity. The calculated and experimental pressures agree to 
within experimental error in almost all cases. However, 
where the total pressure curve shows a very steep slope, 
calculated points deviate from experimental values by more 
than the experimental error. Since the curve fitting is 
done with a three constant equation, some discrepancy can 
be expected between calculated and experimental values, par­
ticularly in the region of the curve where the slope is very 
steep. A better fit of the data could be achieved using an 
equation with additional constants.
7 5
In most instances, 20 minutes is sufficient to curve 
fit a system completely, but for systems where the deviation 
from ideality is more pronounced, 30 minutes or more may be 
required. The flexibility of the curve fitting program is 
shown in that the three inpu points for the calculations 
may be so chosen as to weight a curve in a given direction 
for systems showing large deviations from ideality. 'In a 
number of instances, actual data points were chosen as the 
input instead of values read off the total pressure curve. 
The versatility of the program is demonstrated by the fact 
that associating components can also be treated in this man­
ner provided that the necessary association constants are 
available.
The total pressure method is a quick and accurate 
means of gathering data for binary systems. Coupled with 
the curve fitting technique used here, it presents a new 
and more useful method for the evaluation of activity coef­
ficients from total pressure and liquid composition data.
It is an improvement over the usual total pressure-partial 
methods in both the time necessary for the compilation of 
the data and its mathematical analysis.
B. VAPOR DENSITY BALANCE
The systems C^H^-CCl^, C^H^-n-hexane, CCl^-n-hexane 
and CCl^-ethylacetate all show positive deviation from ide­
ality. Using the theory of solubility parameters, the dif­
ferences in the solubility parameters for each pair of
7é
components is sufficient to indicate that positive deviation 
will occur. For all the systems, it was possible to fit the 
activity coefficient as a function of the liquid mole frac­
tion of a component in terms of a one constant equation.
The one system for which it was possible to make 
detailed comparison of results obtained here with previously 
reported values was the system C^H^-CCl^. From Table 8 it 
can be seen that the activity values calculated from the 
present data by the curve fitting technique described, and
those calculated from the data of Scatchard, Wood and 
t 8Mochel agree in general to within 0 .0 0 1 . The directly 
measured values of the activity appear to be in general 
agreement with those of Scatchard et al. to within 0 .0 0 4 .
While the activity values obtained by this method are by no 
means as precise as those of Scatchard and co-workers, the 
agreement between those data and the data reported here are
Q
satisfactory. Hildebrand and Scott point out that the sys­
tem should show but slight positive deviation from ideality 
since the two components are similar in internal pressure 
and there is no tendency to form a minimum boiling mixture.
The system C^H^-n-hexane has been studied by Myers^^ 
and Tongberg and J o h n s t o n , b u t  mainly from the view of 
elucidating the vapor-liquid equilibrium curve at atmospheric 
pressure. Both authors found positive deviation from ideality 
with no evidence of azeotrope formation and commented upon 
the fact that the boiling point curve shows a very flat
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portion for solutions containing more than 80 mole %  n- 
Hexane, indicating that the vapor enriches very slowly in 
n-Hexane for these low concentrations of C^H^. Myers gives 
limiting activity coefficients for n-Hexane of and
of 1.65. In this work, the limiting values for both 
components was l.kZ. The difference between the two limit­
ing values may be due in part to the fact that the activity 
coefficients were fitted as a function of the liquid mole 
fraction in terms of a one constant equation in this work, 
while Myers used a graphical integration of the Gibbs-Duhem 
equation over a temperature range of almost 2 0°'. He further 
points out that at low mole fractions of a component, a 
small error in the composition leads to a large error in 
the activity coefficient, and it is difficult to evaluate 
the limiting values of the activity coefficient accurately.
The system CCl^-ethylacetate has been investigated 
by Schütz,21 who determined the change In the composition 
of the azeotrope with pressure. The present work also shows 
the presence of an azeotrope since the total pressure re­
mains constant over a short range of the concentration. 
Hildebrand and Scott® indicate that both components differ 
sufficiently in internal pressure to form an azeotrope.
In addition, ethylacetate differs in polarity from CCl^; an­
other factor contributing to the formation of the azeotrope. 
Since the system deviates positively from ideality, the 
azeotrope will have a minimum boiling point.
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Alcohols in solution with non-polar components show
large positive deviations from ideality, sufficient in some
cases to give phase separation. Solutions of alcohols with
non-polar components have been the object of a large number
2 2
of investigations. Scatchard, Wood and Mochel made an 
intensive study of methanol with and CCl^ in which
they determined the total pressure and partial pressure 
curves as a function of the concentration. From these data, 
they calculated the various thermodynamic quantities like 
excess heats of mixing. From the behavior of these thermo­
dynamic quantities, the authors concluded that there was a 
strong interaction between molecules of the two components 
corresponding to association of the alcohol molecules. 
Redlich and Kister^^ considered the influence of continu­
ous association of one component on the free energy o.f a 
non-electrolyte solution'. On the basis of a number of as­
sumptions about the associating species, they were able to 
calculate the thermodynamic properties of a series of 
alcohol-hydrocarbon mixtures and found their results in 
accordance with experimental data for these systems. They 
also discuss briefly systems of two -.ssociating components 
and give a general interpretation of the free energy of 
non-electrolyte solutions.
The system C^H^-methanol has also been extensively 
investigated. Williams, Rosenberg and Rothenberg^^ deter­
mined the liquid-vapor equilibrium curve at atmospheric
7 9
pressure along with the excess thermodynamic quantities.
The system forms an azeotrope at about 40 mole % with
a boiling point of 57 °C. In the present work, a maximum 
was found in the total pressure indicating the existence of 
an azeotrope. In addition, the system C^H^-ethanol also 
shows an azeotrope as was determined by Brown and Smith -^5 
in their study of the system at 4 ^ °C. They also determined 
the liquid-vapor equilibrium curve for this system. A maxi­
mum in the vapor pressure for this system was found in this 
work also.
CCl^ and the alcohols have also been the subject of 
a number of important investigations. Haywood, as early 
as 1899» determined the liquid-vapor equilibrium curve for 
the system CCl^-ethanol at atmospheric pressure •and noted 
the existence of an azeotrope. A more recent investigation 
of the system has been carried out by Barker, Brown and 
Smith.27 The authors determined the liquid-vapor equilib^ 
rium curve at U5 and 65 °C using an equilibrium still. In 
addition, they also investigated the system CCl^-methanol 
at these same two temperatures. The authors chose values 
for the interaction energies of each pair of components and 
used these energies to calculate the excess thermodynamic 
functions. Comparison is made with the values determined 
experimentally and agreement is reasonably good over the 
entire concentration range. In view of the very complicated 
unsvmmetrical behavior of the thermodvnamic functions for
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these systems, the agreement is very satisfactory. However,
they point out that both alcohol systems cannot be fitted
well with a single set of interaction energies and consider
that the geometrical models used for the solutions or the
insufficient details in the interaction energies may account
for this deficiency. They further add that the interaction
energies may indeed be different for the two alcohols.
28Hipkin and Myers have studied the system CCl^- 
methanol to determine the liquid-vapor equilibrium curve at 
atmospheric pressure. The system formed an azeotrope at 
5 5 - 1 mole %  methanol boiling at 5 5 - 7  °C. They also calculated 
the limiting values of the activity coefficients. For methan­
ol, the value was 23 while for CCl^ it was 7 .2 5 . The authors 
attempted to fit the activity coefficients as a function of 
the liquid composition with a number of equations, but were 
unable to get satisfactory agreement over the entire con­
centration range.
Barker29 has recently undertaken a study of alcohol 
solutions in which he considers the general theoretical 
method involving the molecular interaction of the species 
in solution. The model is based on the assumption that the 
interaction energies of neighbouring molecules depend upon 
the relative orientation of the molecules. The interaction 
energies are supposed to depend upon which parts of the 
molecule are in contact with another. He gives a method 
for calculating the configurational contribution to the
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thermodynamic functions of solutions of associated liquids 
provided that the molecules of the liquids can be considered 
to be represented by certain models. The approach will be 
useful if the configurational contribution to the thermo­
dynamic functions is important. The author sets up a series 
of models for the systems -methanol and CCl^-methanol
and finds that there is good agreement between experimental 
thermodynamic quantities and those calculated from the model, 
for for the system CHCl^-ethanol, the agreement is only 
qualitative. The author further points out that the models 
set up in some cases are certainly artificial, but they do 
give some representation of the volume and surface relation­
ships of the molecules. Since this is the only model for 
which simple and general theoretical results can be found, 
it is a good choice for the preliminary investigations in 
the field.
The systems C^H^-methanol, C^H^-ethanol, CCl^- 
methanol and CCl^-ethanol all show marked positive deviation 
from ideality. All systems show maxima in the total pres­
sures indicating azeotrope formation. No attempt was made 
to determine the composition of the azeotrope for each sys­
tem. The plots of the experimental activities a^ vs. a% 
show that the majority of the data points fall within the 
middle portion of the curve with few points at either end. 
During the experimental work, it was not fully realized that 
the points would fall so closely together in one region of
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the plot. The addition of even a small amount of one 
component to the other in the solution vessel caused a sharp 
rise in the total pressure. In future investigations, it 
would be necessary to add smaller increments at the begin­
ning of the run to evaluate more precisely the limiting 
regions of the activity curve. In the.present work, the 
behavior of the activity curve at either end cannot be de­
termined too accurately due to the lack of experimental 
points in these regions.
For the system CCl^-methanol, comparison of the
activity data with values calculated from a smooth extra-
2 2polation of the data of Scatchard et al. taken at temper­
atures from 25 to 55 °C shows reasonable agreement. The 
data of Scatchard are more precise and are taken over a 
regular concentration interval, whereas the data in this 
work are clustered in one region of the curve. Thus a
rijorous comparison of the data over the entire concentra-
28tion could not be made. Hipkin and Myers report limiting 
values of the activity coefficients for methanol of 23 and 
for CCl^ of 7 . 2 5  for the liquid-vapor equilibrium at atmos- ■ 
pheric pressure. In this work, the values found wrre 2 3 . 8  
and 3.95 respectively. The agreement is quite close for 
methanol, but for CCl^, there is a difference of a factor 
of two. The data of Barker et al.2 ? on the system CCl^- 
ethanol, taken at -^5 and 55 °C were extrapolated and com­
pared with the activities obtained here. Again, agreement
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is reasonabl2, but.a true comparison between the two sets of 
data cannot be made because of the lack of data points in 
the limiting regions of the activity curves in this work.
For the systems investigated here, the activity data 
were grouped in the central portion the activity curve.
The curve fitting program used experimental points as the 
input and because the data lie so closely together, the 
calculated curve would be weighted in this direction. This 
would show up in the values of the constants used in equa­
tion (1 5). The limiting values of the activity coefficients, 
evaluated from the constants, would show the effect of the 
data being so closely grouped. The fact that one of the 
limiting values of the activity coefficients does not agree 
with that of Hipkin and Myers^® may be partially explained 
by this. For a more exact curve fit, data points would be 
needed over the entire concentration range. The limiting 
values of the activity coefficients could then be calculated 
more precisely and a better comparison could be made with 
existing data.
The vapor density method for the determination of 
activity coefficients has a number of important advantages.
It is an extremely rapid method making it possible to deter­
mine activities and activity coefficients of both components 
in a binary mixture over the entire concentration range in 
a period of a day. The analysis of the vapor is accomplished 
directly by the buoyancy bulb and there is no need of
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removing vapor samples for analysis. Equilibrium is attained 
rapidly in the system. About five minutes were required 
for the system to achieve equilibrium after the addition 
of an increment of one component to the solution. Any shift 
in the equilibrium could be detected by a change in the posi­
tion of the pointer on the buoyancy bulb.
The vapor density balance can also be used for the 
study of components which may react with water vapor or air. 
Once the components are introduced into the system, no air. 
is admitted until the completion of the run. Contamination 
of the components is reduced to a minimum and the problem 
of analysis of the vapor is considerably simplified. The 
apparatus could also be used to determine vapor densities 
and hence, association constants. Corrections could then 
be applied to the associated species to account for their 
deviation from ideality.
The accuracy of the method will depend upon the 
sensitivity of the balance. In theory, a balance could be 
constructed with almost any desired sensitivity, but such 
a balance would be applicable to a few systems only. A 
very sensitive balance would give accurate results, but 
would be limited in its application to systems falling 
within a narrow range of pressure and molecular weight. In 
actual practice, a balance is constructed that can be used 
for a number of systems and still give the desired accuracy. 
Thus it is of value to decide beforehand what systems are
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to be studied and the range of pressure to be investigated. 
From this knowledge, a suitable balance can be constructed 
with the desired sensitivity.
There are a few limitations on the types of compon­
ents that can be profitably studied by the vapor density 
balance. Both components should be quite volatile. If one 
component is relatively involatile compared to the other, 
then the method is not accurate. It is desirable to choose 
components which differ widely in their molecular weights 
since this will give a wide scale spread between the pointer 
readings of the two pure components. In addition, the error 
in the partial pressure calculation will be reduced since it 
involves the difference in the average molecular weight of 
the vapors and that of one of the pure components. The 
vapor density balance can also be used for systems in which 
one of the components associates in the vapor phase, pro­
vided that the necessary association data are available and 
that the associated species has a comparable vapor pressure 
to the second component. Similarly, two components associ­
ating in the vapor phase can be treated in an analogous 
manner.
There are a number of improvements that could be 
made to the present apparatus. To prevent diffusion from 
controlling the equilibrium vapor reaching the balance case, 
it would be desirable to suspend the buoyancy bulb more 
directly over the solution itself. In this way, the problem
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of diffusion of the vapor into the balance case would be 
avoided entirely or at least, reduced to a minimum. Conse­
quently, the time interval between additions of a component 
could be reduced even more. The two way stopcock could be 
moved from its present position above the balance case to a 
position on the vacuum rack itself. In this way, there would 
be even less chance for the vapors to be absorbed by the 
stopcock lubricant. The temperature of the vapor could be 
followed more rapidly by incorporating a thermometer well 
into the balance case itself. This would allow a more di­
rect contact of the vapor with the thermometer enabling the 
temperature of the vapor to be registered more accurately.
C. DISCUSSION OF ERRORS
1. Total Pressure Method
There are a number of errors in the total pressure 
technique for the determination of activity coefficients.
It was assumed that all species in the vapor phase obeyed 
the ideal gas laws. Furthermore, in all the calculations, 
the partial pressures were used in place of the fugacities. 
The error involved in this assumption should be insignifi­
cant, because the total pressure was always well below one 
atmosphere. Concentration errors will also be quite small, 
since all the weighings in the analyses were made with as 
large samples as convenient to minimize weighing errors. 
Concentration errors should not have been greater than 0 . 0 0 1
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mole fraction. The variations in the temperature of the 
thermostated bath should not have been greater than t 0 . 0 5  
degrees, which would not have an important effect on the 
total pressure. The manometer was read with a cathetometer 
accurate to within t 0 . 0 1  mm. It is estimated that the 
overall error in the experimental determination of the total 
pressure should not have exceeded one half per cent.
The data were fitted with a three constant equation 
and agreement between calculated and experimental points 
was good in almost all cases. The only places where signif­
icant differences occurred in the calculated and experimental 
values was for the systems which showed extreme deviation 
from ideality. Even in these cases, the only discrepancy 
occurred at the places where the total pressure curve had a 
very steep slope. Otherwise, the agreement was well within 
experimental error. The curve fitting could be improved by 
using additional constants in the equations cf the program. 
This would then allow the data to be fitted even more closely 
over the entire concentration range. The error in the curve 
fitting program is estimated to be not more than 2 ^ at the 
maximum.
2 . Vapor Density Balance Method Errors
In the determination of activity coefficients by the 
vapor density balance, there are a number of sources of 
error. In all the calculations, the vapor was assumed to 
behave ideally and the partial pressures were used in place
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of the fugacities. These assumptions should lead to a small 
error over the range of temperature and pressure used in 
this work. The variations in the temperature of the thermo­
stated bath should not have exceeded 0 . 0 5  degrees. Such a 
variation in the temperature would affect the pressure to a 
very small extent as can be verified by a simple calcula­
tion. The temperature of the vapor, read by a thermometer 
suspended directly to one side and in contact with the bal­
ance case, did not vary by more than 0 . 0 5  degrees also.
Such a variation would not affect the average molecular 
weight significantly. The position of the pointer on the 
balance was read with a precision cathetometer accurate to 
within 0 . 0 0 5  mm. The manometer was read with a cathetometer 
accurate to 0 . 0 1  mm.
The precision of the method will be a function of the 
sensitivity of the balance. It is possible to construct a 
balance capable of detecting a change in the vapor density 
of I0 ~^ to 10"7 gm. cm“^, but such a balance would be thrown 
completely off scale during a run involving components dif­
fering widely in molecular weights and vapor pressures. A 
balance is constructed to be usable in the range of the sys­
tems to be studied. The balance used in these determinations 
was capable of determining molecular weights in the range 
50 to 2 00 at total pressures between 25 and 150 mm. It is 
estimated that the total error in the pressure determination 
should not have exceeded 1 %.
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For the alcohol systems, plots of the experimental 
values of a^ vs. a.2 show some scatter. Solving equation (5 ) 
for pj gives the result:
p. . " , „ )
(Mj- M2 )
If Mj refers to the molecular weight of (7 8 . 1 1) and M2
of ethanol (4^ . 0 2 ), then an error of only 1 in the value of 
M would give an error of 3 % in the value of P p  assuming 
no error in p. Consequently, the accuracy in the activities 
will be dependent upon the accuracy with which the average 
molecular weight M can be evaluated. It is thus essential 
that the error in reading the scale for the pointer deflec­
tion be reduced to a minimum, since any error in this read­
ing would be directly reflected in the calculation of M. 
Choosing components of widely differing molecular weights 
would increase the value of the quantity (M^ - Mg) and so
decrease the error in the partial pressures and hence, the
activities. Any error incurred in the determination of the 
activity will be reflected in the calculation of the liquid 
composition and activity coefficient.
CHAPTER VII
SUMMARY
Two new methods have been developed for the deter­
mination of activities and activity coefficients of volatile 
binary mixtures. The first technique consists of measuring 
the total pressure above the solution and determining the 
composition of the liquid phase. By means of a suitable 
computer program, the partial pressures and activity coef­
ficients can be evaluated for the components. In the second 
method, the total pressure and vapor density are determined, 
allowing the calculation of the partial pressures, activi­
ties, liquid composition and activity coefficients.
The total pressure method has been used in the study 
of two systems, acetic acid-CCl^ and trifluoroacetic acid- 
CClij, at 1 0 , 20 and 25 °C. Both systems show positive devi­
ation from ideality, with the latter system forming an 
azeotrope. The total pressure curves for the systems were 
curve fitted using an IBM 650 computer. From these curves 
the partial pressures and activity coefficients were calcu­
lated for the components by means of the Gibbs-Duhem equa­
tion. From the values of the activitv coefficients at the
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different temperatures, it appears that the heats of mixing 
are small for these Systems.
The vapor density balance method has been applied 
to systems showing moderate positive deviation from ideality 
as in the case C^H^-CCl^ as well as to systems showing ex­
treme positive deviation as in the cases C^H^-methanol and 
CCl^-ethanol. For systems which deviate only moderately 
from ideality, comparison of the data obtained by the vapor 
density balance method gives comparable accuracy. The ac­
tivities were curve fitted by a computer program using a 
three oaenstant equation involving a power series in the ac­
tivity of one component, a^. The liquid phase composition 
and the activity coefficients were calculated as part of 
the same program using the Gibbs-Duhem equation.
Both the total pressure method and the vapor density 
balance method have been shown to be applicable to a wide 
variety of systems. The determination of partial pressures 
and hence, the activity coefficients from total pressure- 
liquid composition data is a very useful and accurate means 
of studying binary systems. Although sampling and analysis 
of the liquid phase is necessary, a system can be investi­
gated over the whole concentration range in a day. The 
vapor density balance method has also been successfully ap­
plied to a number of systems and proved to be a simple and 
rapid method for determining activity coefficients of binary 
mixtures. A system can be studied in a day or less and
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there is no need for analysing the liquid phase. The avail­
ability of these two techniques should prove to be important 
to the field of solution chemistry, since they provide ac­
curate and rapid methods for gathering data on binary mix­
tures. At the present time, more data are needed on a 
variety of systems to further the development of a general 
theorv of solutions.
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